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Introduction

One of the recurring themes in kinetic studies of single electron transfer
(ET) reactions at electrochemical interfaces is that much can be learned by
simple analogy to related reactions in homogeneous solution.! Electrochemists,
at least. also like to beliewve that the converse is true: insights regarding
homogeneous electron transfer reactivity can be derived from electrochemical
investigations. We are seeking to apply both principles in our emerging
studies o multielectron transfer kinetics. In this communication we explore
one particular aspect of multi-ET reactivity - the dependence on thermodynamic
driving force. Starting from ar electrochemical perspective, we develiop a
fairly simple homogeneous analog. We then collect the observations and
reflect brieily on the possible broader significance of linear free energy
relations for multi-ET processes.

In the area of electrochemical kinetics there exists a long and successful
histery of urilizing linear free energy relations to ascertain the mechanistic

: . : 2 .
details of interfacial rate processes.® Experimentallv these relations take

the form of so-called "Tafel plots"., i.e. plots of In i {(or sometimes 1ln k)
versus the electrochemical potential, E. In the plots, i is the diffusion-
corrected and back-reaction-corrected current - in other words the net

electrochemical rate. Alternativelvy, k is the first-order heterogeneous race
constant (cm s°l). In either case the slope of the plot is taF/RT where a is
the transfer coefficient and F is the Faradav constant. Perhaps the most
significant point is that a behaves as an electrochemical "Bronsted
coefficient":?8 within the context of transition-state theorv, therefore., a can
he [dentified approximately as nésG*/34G. (Here AG™ is the experimental

activation free energy, while 4C is the overall (n electron) thermodvnamic




(V)

driving force. The diiving force is equivalently given by *nF(E - Ef), where
Ef is the formal reduction potential and the sign distinguishes oxidation from
reduction.)

In electrochemical studies the Tafel approach is particularly helpful when
a reaction requires the transfer of multiple electrons at a single
chermodynamic potential., but in kinetically distinct one-electron steps. It is
well known that under these conditions the value of a precisely prescribes :he
integral number of electrons transferred in any rapid equilibria preceding the
rate-determining step. For example, if no electrons precede the slowest step
(i.e. the first electron is rate determining), a will equal roughly 0.5.3 1If
one electron transfer precedes the rate-determining ET step (i.e. the second
electron is rate determining), a will equal approximately 1.5. 1If two electron
transfers precede the rate determining step (i.e. the third electron is rate
determining) ¢ will equal 2.5 and so on. Furthermore, from the principle of
microscopic reversibility the sum of a values in the forward and reverse
directions at any given electrochemical potential should equal the total number
of electrons transferred.

Tafel measurements clearly are powerful diagnostic tools in
electrochemical kinetic studies. We were interested therefore, in ascertaining
whether a complementary method might exist for homogeneous processes. We find
rhat indeed one does. What follows is an informal derivation. For
concreteness the derivation is presented in terms of a specific {hypothetical®
homogeneous cross reaction. In general, however, the reactions of interest are

“hose involving a multi-electron redox couple and a homologous series of one-

eiectron co-reactants.




Derivatjon oi Homogeneous Driving Force Relationships

Consider the three electron, three proton reduction of chelated Os(VI): %
0s¥I(terpyridine)(0) (OH) (OHp)3* + 3e” + 3H* — 0sII1I(rerpyridine)(OH,)33+ (1)

Although eq. 1 can be driven electrochemically, it should also be possible to
effect the reduction homogeneously with a one electron reagent. If a series of
closely related reagents is prepared (say, RuII(NH3)5(pyridine-X)2* where
X = H. CHy, Br, NOp, etc.) the members of the series will likely display
different redox potentials but similar self-exchange rates. From a series of
rate measuremsnits, one shc:ld be able to construct a "Bronsted” plot of log
rate vs. driving force {(by analogy tc similar plots for Bronsted acid
catalvsis) and parhaps derive mechanistic information.

The reduction of 0s(VI) by any particular member of the series presumably
occurs sequentially as follows:

ki

——= Os(V) + Ru(III) (2)
ko)

O(VI) + Ru(Il)

Defining E; as the reduction potential of the Os(VI/V) couple, Eg, as the
potential for the Ru(III/II) couple and Kj as the equilibrium constant for eq.

2, we find that

E] - ERy = (RT/F) 1In Kq 3
and

K1 = ky/k.1 ()

where k| and k_; are the second order rate constants for the forward and

reverse reactions in eq. 1. Similarly, if we assume:
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O0s(V) + Ru(ll) —— O0Os(IV) + Ru(Iil) (5)
k-2
we obtain:
Ey - Egy = (RT/F) ln ¥j (6)
and
Ko = k2/k 2 (6)

where Ey is the Os(V/IV) redox potential and Kj. ky and k » are the respective

equilibrium and rate constants. Firally, we may write
K3
3
Ns{IV)y + Pu'Il: OsiIlIl) + Ru‘IIDy (8)
P
Ea - Epy = (RTVET In (9)
and
Ky = ka/k.3 (10)

where Ei is the QOs(IV/I[I) redox potential and K3, k3 and k.3 are the

respective equilibrium and rate constants. The net process thus is

0s(VI) + 3Ru(II) =—— O0s(III) + 3Ru(III) (11)

By applving a steady-state approximation ro the unstable intermediates
"0s(7) and Os(I1V)) we can obtain several rate expressions. When eq. 2 is rate

determining

d'0s(1I1) /éc = (1/33d Ru(IlI) /dt = k1. 0s(VI) ‘Ru/Il}’ (12

when eq. 5 is rate determining




k1 k{0s(VI)][Ru(II)]2
a[Cs(III)]}/dt = (1/3)d[Ru(IID)]/dt = — (13)
K. {RU(IIT)! + kp[Ru(II):

When eq. 8 is rate determining

k1 kp k3[0s(VI)] Ru(Il);3
dI0s(I1I)/dt = (1/3)d[Ru(III) /dt = —
K 1JRW(IID)] + k.| k.p/Ku(III):2 + k3 'Ruiil <

If Ru(ll) were used in great excess over Os(VI) and if all steps preceding
the rate determining step were in rapid equilibrium, then the following
expressions for the observed pseudo-first order rate constant would apply.

“hen eq. 2 1s rate determining:

Kohg = K1TRU(ITH (15)
when eq. 5> 1s rate determining:

Kobs = K] ko 'Ru(II) 2/'Ru(III)] (16)
“hen eq. 8 is rate determining:

Kobs = K1 Ko k3{Ru(IT):3/ Ru(III)!?2 (17)
where Kopg = —(1/{0s(VI) ) (d 0s(VI) /dt) and —-d'0s(VI) /dt = d.0s(III)'/dz
in egs. 15-17.2

Experimentally, any fractional order with respect to Ru(II) would sugges:
that the equilibria prior to the rate-determining step are not rapid and that
some steps occur concurrentlv, (It is also worth considaring the reverse
experimental condition. If 0Os(VI) were used in pseudo first order excess

instead of Ru(II), and if eq. 2 were rate determining, kghq would equal




3k1{Os(VI)]. On the other hand, if either eq. 5 or 8 were slow, non-pseudo-
first-order kinetics with respect to 'Ru(Ill)! would be expected, despite the
large excess of Os(VI) (cf. eqs. 12-14).)

Irn general, when m one-electron steps precede the rate determining step
Kobs = K1 K2 ... Kg kpqg RI®Fl/r00m (18)

where R and O represent the reduced and oxidized forms of the one-electron
reductant. In fact, under the assumption that all steps prior to the rate
determining step are occurring as rapid preequilibriuﬁ processes, and with
excess added O (such that its concentration is essentially constant), the order
with respect to Kk will indicate which step in the multi-electron transfer is
rate determining.

If we assume that a linear free energy relationship (eq. 19) can be
applied to the rate determining step (analogous, in a sense, to a Bronsted
acid cataiysis expression) then eq. 20 can be obtained by combining eqs. 18

and 19:
In kpgg = A In(Kpye1) + v (19

In kopg =~ (E} — ER)F/RT + (Ep = ER)F/RT +...+ (Ey — ER)F/RT + B(Eps] - ER)F/RT

+ (m+ 1)InfR] = m In[0! + ln k®%,4¢ (20)

(In eq 20, k’rqg is the value of kp4g when the overall free energy driving
force is zero. Also, it is assumed that the dimensions of the last three terms
are chosen so as to render the composite logarithmic term unitless.) Thus, if
we have a series of one-electron reductants whose potentials (ER) vary, a plot
of In kypg vs. Eg should be linear with a slope of m + 8 (for a fixed

concentration of the reductant and with enough added oxidized form such that




(0] is effectively constant during the course of the reaction). This type of

experiment is a precise homogeneous analog of the electrochemical Tafel
experiment (In i vs. E) and for a multi-electron transfer reaction vields the
same information (m ana a values). Lf Marcus-type behavior were obeved for the
rate determining step in the homogeneous reaction, the value of 8 wou’
generally be close to 0.5.% Thus from the slope of the Bronsted plot the value
of m would be obtained, where m + 1 would designate the slow step in the
overall kinetic process.

When the reverse of eq. 1l can be studied with the same reagents and a
second Bronsted plot constructed, the slope can be shown (bv microscopic
reversibility) to equal n — m — 1 + 8’ where 8 = 1 — 3 and m is determined
from the forward kinetics (see above). 1t also follows that the two Bronsted
plots will intersect at the overall formal pctential for the multi-electron
6

couple” (provided that any stoichiometric factors implicit in the plots have

beer handled in a consistent way).

Potential Limitations

It should be noted that in the derivation several assumptions have been
made, including the following: 1) All steps prior to the rate determining step
occur as ranid pre-equilibria. 2) With a series of one-election transfer
reagents, only the potential of the reagent varies, but not its intrinsic
reactivicy (i.e. self-exchange rate). 3) The rate determining step in the
mulzi-ET cross reaction remains constant throughout the series. 4) A steadv
state approximation is acceptable for the concentrations of species in unstable
irtermediate oxidation states. 5) Whenever the first step is rot rate

determining, both the oxidized and reduced forms ot the one-electron reagent




are present in sufficient amounts that their concentrations remain effecrivel~

constant throughout rthe reaction 5 Extraneous parameters such as pH. lonic
scvengTh and temperature remain fixed for a given reaction series Obwiousiv
Lnoan axperimert one or Tore of the assumptions might bhe invalid
ind sulizable corrections would need Yo be arplied Nevertheless the framewcrs
27 assumptions (s noT reall eI mach ive than in electrochemical
Tafei studies
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we firnd in particular tha:t two of the more

obwious chemical complications - disproportionazion of redox intermediares
e g OCs Vo oor Os I in the examp.ie above: and "sguare scheme” couplinrg of
- I - 2 C g
~.elIlron Transier To proton TransferY - do nrot necessar:’v vitiate the
mulTtielectron Bronsted arnaivsis dcwever. a third possible complication — the
occurrence of inner-sphere pathwavs - is more problematic. Just as with the

N . . < 0 . .
Marcus one-electron cross re-a:Lonshlp,q-‘J there s no reason to believw

a prior: th © the multielectron driving-force analveis will be applicable wher
reactivus proceed hv ligand-bridged pathwavs In tact. {n manv such instances

it mav not evern he useful to view the reaction in terms of sequential one-

electron steps. Such limitations obviouslv wiil circumscribe to a large exterc
the applicability of the analvsis to true catalv:sic reactions. On the other
~and. the same is true of the Marcus cross relationship The Bronsted analvsis
szill might prove useful. t_.cver, 2¢ a henchmark avainst which catalvric

multielectron redox reactivity could be evaluated.

Possible Applications

Ideallv on would like to i{llustrate the above analvsis with kinetic data

for a "real” svstem Unfortunatelv we have been unable to identify a suitable
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reaction series. A significant nuaber of examples do exist for the segquential

i)

sre-e! ron reduction or oxidaction: of multielectron redox species ’‘most
necablv, chromate: by isolated single-electron rcagents.:b Urfortunateliv, in

4.TOsT no instance (o our knowledge) has the identitv of the single-elec:rern

reagers Leen viried ip a svstematic fashion.-:-:< This should perhaps no:z be
-2 surzrising since . in the absence of the present analvsis, there would be r¢
cTelllTE Teason o pursde such an investigation. | Also. preliminary studies
iy Lr Laborator N 5f a three-electron osmium/ruthenium series :.comparabie <o
tre ore described avsove, were thwarted bv an inabilityv to monitor adequazely
S ostopped- f methods tThe relativelv rapid ET kinetics. “Nevertheless.
clven tne retent proliferation of hoth svnthetic and mechanistic activicy
imvolving related transizion-metal oxXosagquo speciesl* it seems reasonable to
5 “hav manv examples of Bronsted-tvpe multielectron reactivity will
evertlia..v Decome avallat.e
Despite -he shorcage of existing illustrative examples, it may be worth
specalating v oon what other kinds of redox studies might possi? be
facilizated by the proposed analvsis Two examples come to mind. based onr our
owr current research interests The flrst irvolves the electrochemical
oxidaziorn ard reduction of solution species bv hvdrous oxide surfaces “> These
surfaces <ar. displav both univalent re.g Ir:II1.701V) and divalent :e &
Ir VI or RucIVWI - redox phase transformations. Wwhether these
“rarsfsrmations corresgend "o the discrete 1 e localized' oxidation and
redloT it ot oan oarras of mertal sites or alternativelyv. o electrochemical band
derletiorn gnd villing is. o4t presert . a point of controverswy i irncdeed. some
soridence $upgests “hat Loth o tvros of electvonic behavior mav exist - the

fererTiving rhemical fact “imp the exrent of me-al-oxide hydration.lD\
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Regardless of the details, if the oxide surface were to function as a redox
mediatorl® (i.e. . if electron transfer to and from solution species were to
enzail repetitive cvcling between different oxide valence states) the reaction

kinetics would be formallv anaiogous to those for homogeneous processes. In

attempting to unravel the kinetics. howewver, cthere could be substantial
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usefully wvarving zhe metal-oxide concentration and therebw
determining an oxicde reaction order. ©n the other hand., a Bronsted-tvpe
analvsis of oxide reactivitv :based on a homologous series of solution species
might provide an alternative route to the desired information. The second
example i{s closelv related. It would invelve hvbrid reacticns between solution
redox species and species imwnhilized in 2 polvmeric film. at an electrode
surface. 1’ Depending on just how the immobilizatiorn were carried out, there
might again be difficulties in achieving svstematic variations in concentration
for tie incorporated species and therefore. in ascertaining a reaction order in

the conventional fashion. The proposed driving-force analvsis. however. might

well provide a viable route to the same irformation.

Concluding Comments: An Implication for Heterogeneous Systems

As indicated above, a homogeneous analog of the electrochemical Tafel
analysis can be formulated for multi-electron reagents  The simple derivation
offered herel8 highlights the relation be:tween Bronsted slopes and reaction
ord~rs. From the derivation one might reasonablv conclude that a suitable
alternative interpretation for the transfer coefficient in the corresponding
heterogeneous f{electrochemical. =xperimen: would be in terms of an effective
reaction order in the electrn: Al-hough the usual preference in

electrochemical kinetics is to expre.s reactivity exclusivelv in terms of
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potentials and currents (i.e. without specific regard for the electron itself
as a reactant) the reaction-order analogy offered by the mul=ielectron Bronsted
analvsis is (at least in a fecrmal sense) very appealing. We hLope to explore

the concept further in ongoing experimental studies.
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